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We report rate coeﬃcients for the relaxation of OH(v = 1) and OD(v = 1) by H2O and D2O as a
function of temperature between 251 and 390 K. All four rate coeﬃcients exhibit a negative
dependence on temperature. In Arrhenius form, the rate coeﬃcients for relaxation (in units of
1012 cm3 molecule1 s1) can be expressed as: for OH(v = 1) + H2O between 263 and 390 K:
k = (2.4  0.9) exp((460  115)/T); for OH(v = 1) + D2O between 256 and 371 K: k = (0.49 
0.16) exp((610  90)/T); for OD(v = 1) + H2O between 251 and 371 K: k = (0.92  0.16)
exp((485  48)/T); for OD(v = 1) + D2O between 253 and 366 K: k = (2.57  0.09) exp((342 
10)/T). Rate coeﬃcients at (297  1 K) are also reported for the relaxation of OH(v = 2) by D2O
and the relaxation of OD(v = 2) by H2O and D2O. The results are discussed in terms of a
mechanism involving the formation of hydrogen-bonded complexes in which intramolecular
vibrational energy redistribution can occur at rates competitive with re-dissociation to the initial
collision partners in their original vibrational states. New ab initio calculations on the H2O–HO
system have been performed which, inter alia, yield vibrational frequencies for all four complexes:
H2O–HO, D2O–HO, H2O–DO and D2O–DO. These data are then employed, adapting a
formalism due to Troe (J. Troe, J. Chem. Phys., 1977, 66, 4758), in order to estimate the rates of
intramolecular energy transfer from the OH (OD) vibration to other modes in the complexes in
order to explain the measured relaxation rates—assuming that relaxation proceeds via the
hydrogen-bonded complexes.
1. Introduction
The notion that vibrational energy transfer in molecular colli-
sions is facilitated by the presence of strong attraction between
the collision partners is one of long-standing.1 The most clear
cut examples of this eﬀect are when the collision partners form
a chemical bond. Examples include the relaxation of NO(v =
1) by O and Cl atoms,2 and of OH(v = 1), OD(v = 1) and
OH(v 4 0) by NO2,
3,4 of OH(v = 1), OD(v = 1) by NO,3
of OH(v = 1), OD(v = 1) by CO,5 and of OH(v = 1) by
SO2.
6 The large magnitude of the rate coeﬃcients for these
processes and the similarity of the rate coeﬃcients for the
relaxation of OH(v = 1) and OD(v = 1) by the same species
are rather clear indications that relaxation occurs via complex-
forming collisions, since the large diﬀerence in the vibrational
transition energies in OH and OD will dramatically change the
probability of vibration-to-vibration (V–V) energy exchange.1
In these instances of strong intermolecular forces, it appears
that intramolecular vibrational energy redistribution (IVR) in
the initially formed complex is rapid relative to re-dissociation
to the collision partners in their original vibrational states, so
that the rate constant for relaxation corresponds to that for
initial association of the two species. Such measurements then
provide an estimate of the rate coeﬃcient for the association
reaction of the same two species in the limit of high pressure.7
It is anticipated that the rate constants for both these processes
(relaxation and high pressure association) will show a negative,
but only a mild negative, dependence on temperature.
The role in vibrational energy transfer of molecular attrac-
tions of intermediate strength, speciﬁcally those arising from
hydrogen bonds, has long been debated. In particular, such
forces were invoked in the 1970s to explain the rapid rates
observed for the vibrational relaxation of HF(v = 1) both in
HF–HF collisions8,9 and in collisions with H2O.
8b,9–11 In such
cases, it is less likely that IVR in any complex that is formed
will occur faster than re-dissociation to the collision partners in
their original vibrational states. Consequently, the mechanism
for vibrational relaxation must take account of the competition
between IVR in the complex and its re-dissociation without
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loss of the initial vibrational excitation. This mechanism is akin
to that for collisionally stabilised association, with IVR taking
the place of collisional stabilisation. In the limit where IVR is
much slower than re-dissociation, one would expect a rather
strong negative temperature-dependence of the relaxation rate
constant, as for association reactions in the low pressure limit.7
Once again, comparisons of rate constants for hydrogenated
and deuterated species, as well as measurements of the tem-
perature-dependence of the relaxation rate, can provide useful
information by altering the energy discrepancies for any V–V
relaxation channels.
Recently, we reported a rather extensive study of the
relaxation of OH(v = 1) and OD(v = 1) by HNO3 and
DNO3.
12 Rate coeﬃcients for removal of the vibrationally
excited radicals were measured for all four pairs of colliders in
the temperature range from 253 to 383 K. All four rate
coeﬃcients exhibit a fairly strong negative dependence on
temperature. It was concluded that removal of the vibration-
ally excited OH (OD) radicals occurs via the formation of
hydrogen-bonded cyclic complexes that had previously been
invoked13 to explain the unusual temperature- and pressure-
dependence of the rate constant for the chemical reaction of
OH(v = 0) with HNO3. However, in contrast to the systems
where a strong chemical bond forms between the collision
partners, in this case it was proposed that IVR and re-
dissociation without loss of vibrational excitation in the OH
(OD) radical occurred at comparable rates, so that the rate
coeﬃcients for relaxation were less than those for formation of
the energised complex.
In the present paper, we report the results of a similar
investigation to that on the OH(v = 1), OD(v = 1) +
HNO3, DNO3 system; this time on the relaxation of
OH(v = 1) and OD(v = 1) by H2O and by D2O. Recently,
there have been two reports14,15 of the observation of the
H2O–HO hydrogen-bonded species by gas-phase rotational
spectroscopy. In addition, there have been two reports16 of the
infrared spectrum of H2OHO in solid argon matrices, as well
as investigations17 of the potential energy surface for H2O–HO
using photoelectron spectroscopy. However, there has been no
experimental determination of the dissociation energy of the
hydrogen-bonded complex.
There have also been several theoretical studies18,19 of the
H2O–HO and HOH–OH hydrogen-bonded complexes. The
dissociation energies (D0) and bond enthalpies (DrH
0
298) sug-
gested by these studies are summarised in Table 1. Several
minima have been located on the potential energy surface. The
consensus view (for example, ref. 18g) is that the lowest
minimum is associated with a structure of 2A0 symmetry in
which the OH radical acts as the proton donor and the water
molecule the proton acceptor (which we shall refer to as
H2O–HO), with a slightly weaker bond associated with the
2A00 complex in which the roles are reversed; i.e., H2O is the
proton donor and OH the proton acceptor (which we shall
refer to as HOH–OH). In part, these theoretical studies focus
on the path and energy barrier for the isotopic exchange
reaction, HO + H0OH00 - HOH 0 + OH00. Masgrau
et al.18d concluded that this reaction proceeds via formation
of the hydrogen-bonded H2O–HO species followed by tunnel-
ling through a substantial barrier to form the products. In
addition, they estimated a rate constant for association to this
complex of 3.7  1010 cm3 molecule1 s1.
In the present work, rate coeﬃcients for vibrational relaxa-
tion were measured using pulsed laser photolysis (PLP) to
generate vibrationally excited OH (OD) and pulsed laser-
induced ﬂuorescence (PLIF) to detect the vibrationally excited
radicals. This technique is quite similar to that which we
employed to measure the rate coeﬃcients for vibration relaxa-
tion of OH(v = 1) and OD(v = 1) by HNO3 and DNO3.
12
Using this method, we have measured rate coeﬃcients, at
temperatures between 251 and 390 K, for the following
processes:
OHðv ¼ 1Þ þH2O! loss of OHðv ¼ 1Þ ð1aÞ
OHðv ¼ 1Þ þD2O! loss of OHðv ¼ 1Þ ð2aÞ
ODðv ¼ 1Þ þH2O! loss of ODðv ¼ 1Þ ð3aÞ
ODðv ¼ 1Þ þD2O! loss of ODðv ¼ 1Þ ð4aÞ
In general, the photochemistries that were used to produce
OH(v = 1) and OD(v = 1) also produce signiﬁcant amounts
of the radicals in the (v = 2) vibrational state. We took
advantage of this to measure the previously unreported rate
coeﬃcients at ca. 298 K for the following relaxation processes:
OHðv ¼ 2Þ þD2O! loss of OHðv ¼ 2Þ ð2bÞ
Table 1 Predicted dissociation energies (D0/kJ mol
1) and bonding enthalpies (DrH
0
298/kJ mol
1) of OH–H2O complexes
H2O–HO
2A0 H2O–HO
2A00 HOH–OH 2A00
Ref.D0/kJ mol
1 DrH
0
298/kJ mol
1 D0/kJ mol
1 DrH
0
298/kJ mol
1 D0/kJ mol
1 DrH
0
298/kJ mol
1
(17.2–18.0) (8.8–9.6) 18e
15.7a 9.9bc 13.9a 6.9bc 9.0a 4.7bc 18f,h
21.3–23.8 18d
8.8 18b
17.6–18.0d (20.5–20.9)b 10.9b 18a
15.5a 18.0a De = 22.2 De = 14.6 18g
De = 14.6 18c
a As calculated using the reported value for De and the reported vibrational frequencies.
b As calculated using the reported value of DrE
0
298
(DrH
0
298 = DrE
0
298  RT since one mole of gas is lost in the reaction). c Based on the reported De and vibrational frequencies, the value of DrE0298
these authors reported appears to be erroneous; the value of DrH
0
298 listed here is based on their reported DrE
0
298.
d As calculated using the reported
values of De and by reproducing the reported electronic structure calculation to retrieve the predicted frequencies.
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ODðv ¼ 2Þ þH2O! loss of ODðv ¼ 2Þ ð3bÞ
ODðv ¼ 2Þ þD2O! loss of ODðv ¼ 2Þ ð4bÞ
2. Experimental details
Rate coeﬃcients for the processes represented by eqns (1) to
(4) were measured using pulsed laser photolytic methods to
produce OH(v 4 0) or OD(v 4 0) and pulsed LIF to detect
OH or OD radicals in speciﬁc vibrational levels. Gas mixtures,
containing the species required to create the vibrationally
excited radicals and H2O or D2O, were diluted to total
pressures in the range 22 to 34 Torr with helium and ﬂowed
slowly through the reaction cell. The excess of He ensured
complete translational and rotational equilibration of species,
on a time scale much shorter than that associated with the
kinetic observations that we report, but did not cause signiﬁ-
cant quenching of the LIF signals. The ﬂow rate was fast
enough to ensure that a fresh sample of gas mixture was
exposed to successive shots from the photolysis laser. The
apparatus which was employed in the present study has been
used in numerous previous kinetic studies, including that in
which rate coeﬃcients were measured for the relaxation of
OH(v = 1) and OD(v = 1) by HNO3 and DNO3,
12 and it is
described in detail elsewhere.20 Here we focus on those aspects
of our experimental procedure that were required for the
present measurements.
Since it is not straightforward to generate vibrationally
excited OH (OD) radicals by direct photolysis of H2O
(D2O), it was necessary to include other photolytes in the
gas mixtures; these are listed in Table 2. For measurements on
process (1a), the relaxation of OH(v = 1) by H2O, three
diﬀerent schemes were used to generate OH(v = 1): (i) the
direct photolysis of HNO3; (ii) the direct photolysis of H2O2;
and (iii) the reaction between O(1D) atoms, produced from
ozone photolysis, and H2O. In all cases, photolysis was
performed with the 248 nm output of an excimer laser
operating on KrF. The excimer laser beam (ca. 20–80 mJ
per pulse and with a cross-sectional area of ca. 1.5 cm2) was
directed perpendicular to the gas ﬂow. Photolysis of HNO3 at
248 nm is known to generate a small fraction (ca. 1%) of OH
in v= 1, roughly half that amount in v= 2, and little or none
in higher vibrational levels.12 The yield of OH(v = 1) from
photolysis of H2O2 at 248 nm is reported
21 to be less than 1%.
Evidence from our own work indicates that the yield in higher
vibrational levels is negligible. Moreover, using this source, the
OH(v= 1) LIF signal levels were quite low, indicating that the
relative yield of OH(v = 1) is signiﬁcantly smaller from the
photolysis of H2O2 than it is from HNO3.
In experiments on the relaxation of OH(v) by D2O and of
OD(v) by H2O and D2O, reactions of O(
1D) were used to
generate the vibrationally excited radicals, as indicated in
Table 2. The reactions of O(1D) with H2O, D2O, CH4, and
CD4 all produce vibrationally excited OH or OD in signiﬁcant
yields. Furthermore, the photolysis cross section of O3 and the
quantum yield for production of O(1D) at 248 nm are both
large. These factors combine to allow signiﬁcant production of
vibrationally excited OH or OD while using relatively small
concentrations of photolytic precursors. This is important
because species such as H2O, D2O, HNO3, DNO3, and, to a
lesser extent, CH4 and CD4, eﬃciently quench the electroni-
cally excited A2S+ state of OH (OD) which is excited during
the LIF detection of vibrationally excited OH (OD) in our
experiments. CH4 and CD4, instead of H2O and D2O, were
used as precursors of vibrationally excited OH and OD for
measurements of processes (2) and (3) primarily because CH4
(CD4) electronically quenches A
2S+ OH (OD) less eﬃciently
than H2O (D2O).
With the exception of H2O2 photolysis, all of the sources of
OH(v= 1) and OD(v= 1) produce the radicals in vibrational
states above v = 1. Table 2 shows the highest thermodyna-
mically accessible vibrational state for the OH (OD) product
of the O(1D) reactions that we used. (For O(1D) + H2O, a
small yield of OH(v= 3) is observed,22 although this reaction
is slightly endothermic.) Previous work has shown that the
yield of OH(v Z 2) is signiﬁcant for O(1D) + H2O
23 and
O(1D) + CH4,
24 and that the yield of OD (v Z 2) is
signiﬁcant from O(1D) + D2O.
25 We are not aware of any
reports of the yield of OD(v Z 1) from O(1D) + CD4, but we
observed that signiﬁcant OD is produced in at least v= 1, 2, 3.
The presence of OH or OD in levels above v= 1 presents a
signiﬁcant complication in our measurements of rate coeﬃ-
cients for the relaxation of OH(v=1) and OD(v=1), because
radicals in these higher vibrational states are relaxed into
(v = 1) as the population in that level is being simultaneously
removed. Thus, the temporal proﬁles for the vibrationally
excited radicals are not single-exponential decays. The analysis
of these temporal proﬁles is discussed in the next section.
Vibrationally excited OH (OD) radicals were observed using
LIF. The second harmonic of a tuneable dye laser pumped by
the second harmonic of a pulsed Nd:YAG laser (l= 532 nm)
was passed through the reaction cell, perpendicular to both the
gas ﬂow and the photolysis laser. This probe laser excited a
speciﬁc rotational line in the A2S+(v = 0) ’ X2P (v = 1)
band of OH or OD, in order to detect OH(v = 1) or
OD(v = 1), or in the A2S+(v = 1) ’ X2P(v = 2) band, to
detect OH(v=2) or OD(v=2). The Q1(1) lines in these bands
were used, except for measurements on OD(v=2). In this case
the Q1(1) line could not be used because it is too close in
Table 2 Source chemistry for production of vibrationally excited
OH/OD
Process studied Photolyte(s)
Speciesa
reacting
with O(1D)
Maximum
v level
accessible
OH(v = 1) + H2O HNO3, H2O2 7, 7
b
OH(v = 1) + H2O O3 H2O 3
OH(v = 1, 2) + D2O O3 CH4 4
OD(v = 1, 2) + H2O O3 CD4 6
OD(v = 1, 2) + D2O O3 D2O 4
a Species which reacts with O(1D) to produce vibrationally excited OH
(OD). b Although these are the highest levels accessible energetically
from photodissociation at 248 nm, the yield of OH(v 4 0) is small
from both these photodissociations. The highest vibrational levels that
have been observed to be populated are v= 2 from HNO3 and v= 1
from H2O2. There is further discussion in the text.
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wavelength to several OD A2S+(v = 0) ’ X2P (v = 1)
transitions. The wavelength used for OD(v = 2) excited both
the R2(1) and P1(4) lines.
OH (OD) A2S+ - X2P ﬂuorescence passed through a
band-pass ﬁlter (peak transmission at 307.5 nm, FWHM 10
nm) and was detected with a photomultiplier tube (PMT)
positioned orthogonally to the laser beams. When OH (OD) X
2P(v = 1) was excited to A2S+(v = 0), emission in the A2S+
(v = 0) -X2P(v = 0) band (l E 308 nm for both OH and
OD) was transmitted by the band-pass ﬁlter and detected.
When OH (OD) X2P(v = 2) was excited to A2S+(v = 1),
emission from two bands was detected: directly excited emis-
sion in the (1,1) band (l E 313 nm for OH, 311 nm for OD),
and, after vibrational relaxation of OH (OD) A2S+(v = 1),
emissions in the (0,0) band. Temporal proﬁles of the LIF
signals were generated by varying the time delay between the
pulses from the photolysis and probe lasers.
The LIF detection scheme that was adopted had several
advantages. Because the excitation wavelengths (in the range
334–351 nm) were longer than those of the LIF signals (at
ca. 308 nm) any scattered light would have to have been blue
shifted to be detected. Furthermore, species such as HNO3 and
O3 have negligible photolysis cross sections at the excitation
wavelengths, so the probe laser did not produce signiﬁcant
amounts of OH(v = 1) or OD(v = 1).
H2O or D2O was introduced into the reaction cell by
bubbling a small ﬂow of He through either distilled H2O or
D2O (Aldrich, 99.9% atom D). The ﬂow from this bubbler,
which was at room temperature, was then passed through a
second bubbler, which was kept below room temperature
(typically 0 1C for H2O and 5 or 10 1C for D2O). We assumed
that the ﬂow left the second bubbler saturated with H2O (D2O)
at the temperature of that bubbler. The concentration of H2O
(D2O) in the reaction cell was calculated using the saturation
vapour pressure of H2O
26 or D2O
27 at the temperature of the
second bubbler and dilution factors based on the various
ﬂows, the temperature of the reaction cell, and the pressures
of the second bubbler and the reaction cell. We estimate that
the concentration of H2O (D2O) in the reaction cell had an
uncertainty of ca. 9% associated with an estimated uncertainty
of 0.5 K (2s) in the temperature of the second bubbler and
the uncertainty in the dilution factors. Rate coeﬃcients below
room temperature were measured with partial pressures of
H2O (D2O) at least three times lower than the saturation
vapour pressures of these compounds over solid H2O
28 or
D2O
29 at the temperature of the reaction cell.
Anhydrous HNO3 and DNO3 were prepared by vacuum
distillation of the nitric acid formed by the addition of H2SO4
or D2SO4 to NaNO3 and stored at reduced temperature in glass
bubblers. Gas-phase HNO3 and/or DNO3 was introduced into
the gas ﬂow by bubbling a small ﬂow of He through the liquid
acid in the bubbler. Gas phase H2O2 was introduced into the
system by ﬂowing a small amount of He through a concentrated
aqueous solution of hydrogen peroxide (estimated to be495%
by titration with potassium permanganate).
Ozone was prepared by passing ultra-high purity (UHP) O2
through an electrical discharge and then trapping the O3 that
was formed on silica gel at ca. 197 K. Dilute (ca. 200 ppmv)
mixtures of O3 in He were then prepared manometrically and
stored in darkened 12 l glass bulbs. Methane and per-deuter-
omethane (UHP grade) were used as supplied. Helium (UHP
grade) was also used directly out of its cylinder.
3. Data analysis and estimates of errors
For each of the rate coeﬃcients presented here, with the
exception of the measurement of OH(v = 1) relaxation by
H2O when H2O2 was used as the photolyte, temporal proﬁles
of the concentrations of vibrationally excited radicals observed
by PLIF were not single-exponential. This was due to the
presence of higher vibrational states of the OH or OD radical
being relaxed into the vibrational state being monitored. The
temporal proﬁles were ﬁt to an expression of the form, here
given for the relaxation of OH(v = 1)
½OHðv ¼ 1Þt ¼ ½OHðv ¼ 1Þ0 expðkv1tÞ
þ kv2a½OHðv ¼ 2Þ0
kv1  kv2 ½expðkv2tÞ  expðkv1tÞ
ð1Þ
In this expression, [OH(v = 1)]t is the concentration of
OH(v= 1) at time t, while [OH (v)]0 are initial concentrations
in the speciﬁed vibrational states immediately after OH is
formed by photolysis or by the reactions of O(1D). kv1
0 and
kv2
0 are the pseudo-ﬁrst order rate coeﬃcients (i.e., the pro-
ducts of the bimolecular rate coeﬃcients and the relaxer
concentrations) for the relaxation of OH(v = 1) and OH
(v = 2), respectively; while kv2a
0 is the rate coeﬃcient for
the speciﬁc relaxation of OH(v = 2) into OH(v = 1). The
measured temporal proﬁles were ﬁt to this form, with the
assumption that kv2a
0 = kv20. We made this assumption
because kv2a
0 and [OH (v= 2)]0 are not independent variables
in the temporal expression; this assumption does not aﬀect the
measured values of the relaxation rate coeﬃcients. The tem-
poral proﬁles were ﬁtted well by this expression. Analogous
expressions are used when measuring the relaxation of OH
(v= 2), with OH(v= 2) and OH(v= 3) replacing OH(v= 1)
and OH(v = 2), respectively, and for the relaxation of OD
(v = 1) and OD(v = 2). Fig. 1 shows three examples of ﬁtted
temporal proﬁles for OH(v = 1) being relaxed by approxi-
mately the same concentration of H2O but with diﬀerent
photolytic sources of vibrationally excited OH.
HNO3 photolysis at 248 nm produces little or no OH
(v 4 2). Thus, the above temporal expression is a correct
representation of the kinetics of OH (v = 1) relaxation when
this source of OH (v = 1) was used. However, the O(1D)
reactions we used generally produce signiﬁcant amounts of
OH(v 4 2) or OD(v 4 2)). Nevertheless, we found that this
simpliﬁed two-state treatment of the temporal proﬁles led to
rate coeﬃcients for removal of OH(v= 1) and OD(v= 1) that
were independent of the source of the vibrationally excited
radicals. Generally, removal of vibrationally excited OH or
OD becomes faster for higher vibrational states. Thus, the
time scale for loss of OH(v 4 2) is shorter than that for the
decay of OH(v= 1), so that relaxation of OH (v4 2) has little
impact on the measured rate coeﬃcient for removal of
OH(v = 1).
To estimate the magnitude of the error which results from
using this two-state approximation, we numerically modelled
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several systems using a stepwise relaxation mechanism, where
only one quantum of vibrational energy is lost per ‘reaction’;
that is,
OHðv ¼ nÞ þQ! OHðv ¼ n 1Þ þQ
As inputs for the model, we used yields for the vibrational
states of OH (OD) from the O(1D) reactions and rate coeﬃ-
cients for relaxation of OH (OD) from levels v= 1–4 at 298 K
from the literature or estimated from our data. The literature
sources, and details of the models and results, are given
elsewhere.30 The model results indicate that using the two-
state approximation potentially results in errors of 10% or less
for the rate coeﬃcients for relaxation of OH (v = 1), but the
errors could be as high as 20 and 30% for the relaxation of
OD(v = 1) by H2O and D2O, respectively. It is possible that
vibrationally excited OH (OD) is removed by multi-quantum
relaxation and, in the cases involving unlike isotopes, isotope-
exchange reactions. If either process occurs, it will reduce the
error due to the two-state approximation, because these
processes would either decrease the amount of OH (OD) being
relaxed into the state being monitored or would speed up the
process of relaxing the higher states into the state being
monitored.
At a given temperature, temporal proﬁles of the vibration-
ally excited radicals were recorded at a number of concentra-
tions of the relaxing species (H2O or D2O). The ﬁtted values
of kv1
0 from the above expression were then plotted against
the concentration of the relaxing species; the weighted
linear least-squares ﬁts for the slope of these plots are the
bimolecular rate coeﬃcients for the relaxation of OH(v = 1)
or OD(v = 1). Fig. 2 shows examples of kv1
0 for OH(v = 1)
plotted versus [D2O] yielding values of k2a at three diﬀerent
temperatures.
4. Experimental results
The rate coeﬃcients for processes (1a) to (4b) at diﬀerent
temperatures are listed in Table 3, together with the photolytic
sources of vibrationally excited OH (OD) and the concentra-
tions of photolytes and relaxing species. We draw attention to
the similarity of the values obtained for the relaxation of
OH(v = 1) by H2O at 297 K using three diﬀerent sources
of the vibrationally excited radical. It is especially reassuring
to note that the rate coeﬃcient obtained using the reaction
between O(1D) atoms and H2O agrees with those using
photolysis of HNO3 and H2O2, since cascading eﬀects are
likely to be most signiﬁcant in the ﬁrst case, and because
reactions of O(1D) are used to generate vibrationally excited
OH (OD) in order to determine rate coeﬃcients for the other
isotopically related process (2a) to (4a).
The second-order rate coeﬃcients reported in Table 3 are
derived from plots of the ﬁrst-order rate constants (kv1
0),
derived from the analysis of the variation of LIF signals versus
delay times, versus the concentrations of H2O or D2O included
in the gas mixtures. The uncertainty of the weighted ﬁts
of kv1
0 versus [H2O] or [D2O] was typically 2–10% (2s).
We estimate that uncertainties in the temperature of the
bubbler used to control the concentration of H2O (D2O) and
in measurement of the ﬂows lead to an uncertainty of 9%
(2s) for the concentration of H2O (D2O) in the LIF cell.
Fig. 1 Temporal proﬁles of PLIF signals from OH(v= 1), produced
using diﬀerent photochemistries, during relaxation by ca. 2.5  1015
molecule cm3 of H2O at 296 K. Photolytic sources: triangles (m),
O(1D) + H2O ([O(
1D)]0 = 6.7  1011 molecule cm3); circles (K),
HNO3 photolysis ([HNO3] = 6.0  1014 molecule cm3); squares (’),
H2O2 photolysis ([H2O2] = 6.5  1014 molecule cm3). The curvature
at short times, due to relaxation from higher vibrational states of OH
into (v= 1), is clear in the temporal proﬁles when O(1D) + H2O and
HNO3 photolysis are used as sources of OH(v = 1). The lines are ﬁts
of the data to the expression on the right-hand side of (eqn (1)), except
for the signals from OH(v = 1), produced by H2O2 photolysis, which
were ﬁt to a single exponential function. The large diﬀerences in the
pseudo-ﬁrst order rate coeﬃcients measured here are due to the
relaxation of OH(v = 1) by the photolytes.
Fig. 2 Plots of kv1
0 for OH (v = 1) relaxation by D2O versus the
concentration of D2O at three temperatures: squares (’), 256 K;
triangles (m), 296 K; circles (K), 371 K. Error bars are the statistical
uncertainty (2s) from the ﬁts of the temporal proﬁles. Lines are linear
least-squares ﬁts of these data and their slopes are the bimolecular rate
coeﬃcients k2a. The large y-intercept is due to quenching of OH(v=1)
by the photochemical precursors of OH(v = 1).
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The uncertainties listed for the rate coeﬃcients in Table 3 are
the sum (not in quadrature) of this uncertainty and the
statistical error.
In Table 4, we compare the weighted average of the three
values of k1a that we have determined at ca. 298 K with rate
coeﬃcients for this process reported in the literature.3,22,31 The
agreement is very satisfactory, especially when account is
taken of the fact that the values of k1a and k1b reported by
Bradshaw et al.31a were derived from single kinetic traces. The
small diﬀerences between the results from diﬀerent studies are
probably due to the diﬃculty of quantifying the concentra-
tions of water vapour in our experiments and those of others.
The values of the rate coeﬃcients listed in Table 4 for
relaxation of OH(v = 1) and OD(v = 1) by H2O and D2O
exhibit a clear, and moderately strong, negative dependence on
temperature; that is, the rate coeﬃcients increase as the
temperature is lowered. We have matched the rate coeﬃcients
to two analytical expressions: (i) the Arrhenius equation
k(T) = A exp( Eact/RT), yielding a negative activation
energy, and (ii) the form k(T) = k(298) (T/298)n. The
ﬁtting parameters are given in Table 5. Fig. 3, in which
logarithmic values of the rate coeﬃcients are plotted against
the reciprocal of temperature, displays the quality of the ﬁt to
the Arrhenius expression. An equally good ﬁt is obtained when
Table 3 Experimental conditions and measured rate coeﬃcients (k/1012 cm3 molecule1 s1)
Process T/K OH source
[HNO3] or
[H2O2]/
1014 cm3
[H2O]/10
15
cm3
[D2O]/10
15
cm3
[O3]/10
11
cm3
[CH4]/10
16
cm3
[CD4]/10
15
cm3 k  2s
OH(v = 1) + H2O 263 HNO3 + hv 8.8–17.9 0–6.43 13.9  2.0
296 O(1D) + H2O 2.27–16.8 24.3 12.3  1.7
297 HNO3 + hv 5.2–7.9 0–9.54 11.7  1.7
297 H2O2 + hv 6.1–7.8 0–8.99 10.6  1.6
321 O(1D) + H2O 0.99–7.73 11.0 9.7  1.4
348 HNO3 + hv 7.1–14.7 0–4.28 9.1  1.7
390 HNO3 + hv 10.9–17.0 0–3.34 8.1  1.4
OH(v = 1) + D2O 256 O(
1D) + CH4 0–8.84 3.5 2.8 5.2  0.7
274 O(1D) + CH4 0–7.11 4.4 2.6 4.5  0.8
296 O(1D) + CH4 0–7.67 2.9 2.4 4.0  0.7
332 O(1D) + CH4 0–6.75 2.7 2.2 3.1  0.5
371 O(1D) + CH4 0–6.10 6.3 2.2 2.4  0.4
OD(v = 1) + H2O 251 O(
1D) + CD4 0–5.38 5.3 7.3 6.3  0.8
272 O(1D) + CD4 0–5.23 4.8 6.9 5.7  0.6
298 O(1D) + CD4 0–5.68 4.8 6.1 4.7  0.5
334 O(1D) + CD4 0–4.74 4.1 5.5 3.9  0.4
371 O(1D) + CD4 0–4.39 3.9 5.0 3.4  0.4
OD(v = 1) + D2O 253 O(
1D) + D2O 1.15–4.57 4.3 9.9  1.6
298 O(1D) + D2O 0.91–5.43 4.4 8.1  1.0
366 O(1D) + D2O 1.03–4.29 3.7 6.5  0.8
OH(v = 2) + D2O 296 O(
1D) + CH4 0–5.46 7.0 2.6 15.5  3.3
OD(v = 2) + H2O 297 O(
1D) + CD4 0–7.42 8.1 5.3 14.3  1.7
OD(v = 2) + D2O 298 O(
1D) + D2O 1.30–5.93 3.8 12.9  1.6
Table 4 Measured values of the rate coeﬃcient for vibrational relaxation of OH(v = 1), k1a, and OH(v = 2), k1b, by H2O at ca. 298 K
k1b/cm
3 molecule1 s1 k1a/cm
3 molecule1 s1 Method [H2O] measurement Ref.
3.66  1011 2.09  1011 O3 photolysis; O(1D) + H2O; LIF detection 185 nm absorptiona
(s = 7.2  1020 cm2) 22a
2.58  1011 1.33  1011 Continuous OH from H + NO2; OH (v = 0)
excited to (v = 2) by IR radiation from
Raman-shifted dye laser. LIF detection.
Capacitance hygrometer 31c
1.36  1011 OH (v = 1) from ﬂashlamp photolysis of
HNO3, LIF detection.
Manometric preparation
of H2O/Ar mixtures
3
7  1011 3  1011 O(1D) + H2O production of OH, LIF
(Rate constant from one temporal proﬁle). Not reported 31a
1.4  1011 Flow tube kinetics; OH (v = 1) directly from
H + NO2; EPR detection of OH.
Not reported 31b
1.35  1011 Flow tube kinetics; OH (v = 1) directly from
O + HBr; EPR detection of OH
Not reported 31d
1.15  1011 See text See text This work
a Only the rate coeﬃcients based on sH2O
184.9 nm = 7.2  1020 cm2 are listed here.
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the experimental data are ﬁtted to the second, power law,
expression. The error bars shown on the points in Fig. 3
represent only the statistical uncertainties.
5. Theoretical calculations
In order to examine further whether the relaxation of OH(v=
1) and OD(v = 1) by H2O and D2O might proceed via the
formation of hydrogen-bonded complexes, we have adapted a
method of Troe32 that was originally designed to treat associa-
tion reactions (e.g., of A with B) in the limit of low pressure.
The mechanism considered by Troe can be written:
Aþ B ! 
kass
kdiss
ðABÞ !kM ½M ðABÞ
Much of the methodology is given over to how one
can estimate (kass/kdiss). This quantity may be viewed as a
pseudo-equilibrium constant between the energised complexes
formed in A + B collisions and separated A + B and is
estimated using the methods of statistical mechanics. It is
assumed that kM[M] { kdiss and that (AB)* is in a steady-
state concentration so that the second-order rate constant for
association in the limit of low pressure is simply
k

2nd ¼ ðkass=kdissÞkM½M
Our postulate is that vibrational relaxation via a collision
complex can be treated in a similar manner, with kM[M]
replaced by kIVR; that is, the rate coeﬃcient for transfer of
the vibrational quantum originally present in the O–H (or
O–D) vibration into the ‘bath’ of other modes in the complex.
Thus, we represent the mechanism for the relaxation of
OH(v = 1) by H2O with the scheme
OHðv ¼ 1Þ þH2O! 
kass
kdiss
fH2OHOðv ¼ 1Þg
!kIVR fH2OHOðv ¼ 0Þg ! OHðv ¼ 0Þ þH2O
When kIVR { kdiss,y the second-order rate constant for
vibrational relaxation (krelax) is
krelax ¼ ðkass=kdissÞkIVR
We proceed by using the Troe approach32 to estimate (kass/
kdiss) and then examine the values that kIVR would have to
have to yield the measured values of krelax.
This mechanism does not explicitly include the possibility
that an H (or D) atom exchange occurs. The thermal kinetics
of this process have been investigated by Dubey et al.33 by
measuring rate constants for the isotopic scrambling reactions:
18OHþH162 O! 16OHþH182 O and
16ODþH162 O! 16OHþH16OD
At 300 K, they found rate constants of (2.2  1.0) 1016 and
(3  1.0) 1016 cm3 molecule1 s1, respectively, for these
two reactions, both four-to-ﬁve orders of magnitude smaller
than those measured for the vibrational relaxation of OH(v=
1) and OD(v = 1) in the present work. As long as the energy
originally in the OH (OD) vibrations remains localised in
those vibrations, there is no reason to suppose that the rates
of these reactions will be accelerated to anything like this
extent by excitation of OH (or OD) to v= 1. Even when IVR
has occurred in the H2O–HO complex, arguments based on
RRKM theory would suggest that it is far more likely that
dissociation will occur to the original collision partners, rather
Table 5 Parameters describing temperature-dependence of rate coeﬃcients
Process
k(T) = AeEa/RT k(T) = k(298) (T/298)n
Ab Ea/R/K k(298)
c n
OH(v = 1) + H2O 24  9 460  115 11.5  0.5 1.47  0.40
OH(v = 1) + D2O 4.9  1.6 610  90 3.85  0.09 2.04  0.19
OD(v = 1) + H2O 9.2  1.6 485  48 4.77  0.08 1.63  0.13
OD(v = 1) + D2O 25.7  0.9 342  10 8.18  0.11 1.14  0.09
a Error bars are 2s representations of the uncertainties of the ﬁts. b Units are 1013 cm3 molecule1 s1. c Units are 1012 cm3 molecule1 s1.
Fig. 3 Values of the rate coeﬃcients for relaxation of OH(v= 1) and
OD(v = 1) by H2O and D2O: triangles (m), k1a; squares (’), k4a;
circles (K), k3a; diamonds (E), k2a. The solid lines are the Arrhenius
ﬁts for each isotopic combination. The parameters yielded by these ﬁts
and those from ﬁts to power dependences on temperature are given in
Table 5.
y This appears to be a reasonable assumption, since the rate coeﬃcient
that Masgrau et al.18d estimate for the formation of H2O–HO com-
plexes is ca. 30 times greater than the rate coeﬃcient for relaxation of
OH(v = 1) by H2O.
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than over (or through, by tunnelling) the 40–50 kJ mol1
barrier18d for the internal H-atom transfer and H (or D) atom
scrambling. Finally, we point out that below we only treat
the steps in the proposed mechanism up to the point that the
IVR has occurred and the complex represented by {H2O–
HO(v = 0)}** has formed.
(a) Ab initio calculations on the hydrogen-bonded H2O–HO
system
In order to be able to estimate (kass/kdiss) for all four cases of
relaxation that we have studied, using Troe’s method, new
ab initio calculations have been performed on the H2O–HO
system. First, the geometry of the lowest energy 2A0 state was
obtained using conﬁguration interaction theory with single
and double excitations, as used by Xie and Schaefer,18g
applied with the correlation-consistent triple zeta basis set of
Dunning.34 At this geometry, harmonic vibrational frequen-
cies and rotational constants were calculated for H2O–HO and
its various isotopomers. Such calculations overestimate ob-
served fundamental frequencies, largely because they neglect
anharmonicity. Based on comparison with the fundamental
frequencies of OH and H2O, the present CISD/cc-pVTZ
results were scaled by a factor of 0.9323, which reproduced
the experimental values of the frequencies to within 20 cm1.35
The scaled results for the complexes are given in Table 6.
These calculations were carried out with the Gaussian 03 suite
of programs.36
Next, an improved geometry was obtained using coupled
cluster theory, with single, double and perturbatively-esti-
mated triple excitations, with the augmented cc-pVTZ basis
set.34,37 The Molpro program suite was used to implement
spin-unrestricted CCSD(T) theory based on a restricted Har-
tree–Fock wavefunction.38 The T1 diagnostic was 0.009,
which conﬁrms the applicability of this correlated method
based on a single-reference wavefunction.39 The CCSD(T)/
aug-cc-pVTZ geometry is shown in Fig. 4. The energy at this
geometry (and for OH and H2O at their corresponding
geometries) was evaluated with CCSD(T) theory with the
basis set sequence aug-cc-pVDZ, aug-cc-pVTZ and aug-cc-
pVQZ (see Table 7), which enables a systematic extrapolation
of the energy, via an empirical exponential function, to the
inﬁnite or complete basis set (CBS) limit.40 These energy
diﬀerences were combined, along with corrections for spin–or-
bit splitting in OH and the complex (139 and 200 cm1,
respectively15,35), and for changes in zero-point vibrational
energy, to obtain the 0 K bond dissociation enthalpy DH0 =
D0 between the adduct and separated fragments. The binding
enthalpy at 298.15 K, DrH298.15, was obtained via enthalpy
corrections based on the computed frequencies (assuming
harmonic behaviour) and the experimental spin–orbit split-
tings noted above.
(b) Computational results
The CCSD(T) equilibrium geometry shown in Fig. 4 is very
similar to that calculated by Ohshima et al.,14 with a hydrogen
bond length of 1.910  1010 m. Our calculated bond length
can also be compared with that obtained by Brauer et al.15 via
an analysis of their Fourier transform microwave spectrum,
1.952  1010 m. The latter quantity should, of course, be
Table 6 Frequencies (cm1), rotational constants (cm1) and energies (kJ mol1) for the H2O–HO complex, its isotopomers and fragments at the
CISD/cc-pVTZ level
Symmetry H2O–HO H2O–DO D2O–HO D2O–DO Symmetry H2O H2O obs
b D2O OH OH obs
b OD
A0 a 140 137 105 104 A1
a 1576 1595 1153 3562 3568 2593
A0 a 174 172 171 169 A1
a 3667 3657 2644
A0 a 415 304 412 299 B2
a 3760 3756 2754
A0 a 1581 1581 1158 1158
A0 a 3537 2575 2671 2575
A0 a 3706 3706 3538 2671
A0 a 154 145 116 112
A00 a 586 448 568 422
A00 a 3799 3799 2784 2784
B c 12.52 12.51 6.381 6.378 27.45 15.27 19.05 10.09
B c 0.2258 0.2256 0.2084 0.2072 14.77 7.392
B c 0.2237 0.2227 0.2034 0.2023 9.603 4.980
ZPE d 84.27 76.95 68.90 61.56 53.84 39.17 21.30 15.51
DZPE d 9.14 7.60 8.43 6.88
DrH0
d 13.99 15.52 14.70 16.24
H298.15–H0
d 16.79 17.42 17.23 17.89 9.92 9.97 9.24 9.24
DrH298.15
d 16.36 17.26 16.68 17.56
a Frequencies, scaled by 0.9323, in cm1, see text. b From ref. 35. c Rotational constants in cm1. d In kJ mol1.
Fig. 4 Geometry of the lowest-lying 2A0 hydrogen-bonded complex
between H2O and OH computed at the CCSD(T)/aug-cc-pVTZ level.
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larger because of vibrational averaging over the anharmonic
stretching motion, and also because the very low lying A00
state, for which we compute a CCSD(T) hydrogen bond length
of 1.938  1010 m, may be signiﬁcantly populated. The CBS
extrapolation employed here eliminates any inﬂuence of basis
set superposition error on the energy, which would lead to
overestimated binding energies for theoretical methods based
on moderate-sized basis sets. In fact the CCSD(T) dissociation
energy with the three correlation consistent basis sets changed
by less than about 1 kJ mol1 (see Table 7), which indicates
that good convergence has been achieved. As has been noted
previously,15 the angular momentum of the two spin–orbit
states, 2P1/2 and
2P3/2, of OH persists in the adduct to yield
the 2A0 ground state and a low-lying 2A00 state. The latter two
are resolved as distinct states by standard non-relativistic
computational methods, but the two states of OH are not.
Consistent treatment of reactants and products, i.e., correction
of the energy of OH by half the spin–orbit splitting, lowers the
calculated dissociation energy by ca. 0.8 kJ mol1. While
small, this eﬀect also contributes to previous values of D0
falling higher than our best estimate of 14.0 kJ mol1 (see
Table 6). The contributions of electronic degeneracy to
H298–H0 fortuitously cancel between reactants and adduct to
within ca. 0.1 kJ mol1. Harmonic treatment of low-frequency
modes is questionable, but with this simpliﬁcation we derive
DrH298.15 = 16.4 kJ mol1. This is at the positive end of
previous estimates, but it appears to be the most reliable value
to date.
(c) Estimates of the rates of relaxation
Troe’s method32 for estimating (kass/kdiss) proceeds in stages.
First, one makes an initial estimate of this pseudo-equilibrium
constant between A + B and AB* by calculating a density of
harmonic vibrational states (rvib,h(E0)) for a rotationless (i.e.,
J = 0) AB* energised complex at the dissociation energy (E0)
of AB (see eqn (4.4b) in ref. 32). The ﬁrst two lines of each
block of Table 8 lists values of rvib,h(E0) kT and values of (kass/
kdiss)E0,J=0. In applying this method to estimating values of
(kass/kdiss)E0,J=0 for the four isotopically diﬀerent cases, (1a),
(2a), (3a) and (4a), of interest here, we have assumed that only
the ﬁve low frequency modes in the complexes (see Table 6) are
‘active’; that is, contribute to the density of vibrational states.
The energies (E0) at which we have calculated the harmonic
density of states, via eqn (4.4b) in ref. 32, are those given as
DrH0 in Table 6. It is noticeable that isotopic substitution
changes the densities of harmonic vibrational states in the
complexes as one would expect as deuterium is substituted for
hydrogen. However, as the values of (kass/kdiss)E0, J=0 show,
these changes are largely cancelled by corresponding changes
in the partition functions of the ‘reagents’, OH (OD) and H2O
(D2O).
Next, in Troe’s prescription, one applies various corrections
for factors omitted in the ﬁrst estimate of (kass/kdiss): (a)
anharmonicity (Fanh, see eqn (5.4) in ref. 32), (b) the spread
of internal energies in AB* complexes formed in thermal
collisions between A and B (FE, see eqn (6.3) in ref. 32), and
(c) the neglect of eﬀects due to overall rotation (Frot, see eqn
(7.24) in ref. 32). These multiplicative factors all increase the
estimates of (kass/kdiss) and yield the ﬁnal estimates given in the
third row of each block of Table 8. The measured rate
constants for relaxation have then been divided by these
results to obtain estimates of kIVR.
A number of things are worthy of note: (i) for a given
molecular system, the estimated values of kIVR are reasonably
independent of temperature, as one might expect; (ii) the
observed temperature-dependences of krelax are matched quite
well by those of (kass/kdiss), giving some support to the
hypothesis that relaxation in these cases is occurring via the
Table 7 Energies calculated at the coupled cluster levela
Species Aug-cc-pVDZ Aug-cc-pVTZ Aug-cc-pVQZ CBS
OH 75.584 019 75.645 547 75.664 444 75.672 821
H2O 76.273 859 76.342 326 76.363 574 76.373 136
H2O–HO 151.867 236 151.997 256 152.037 282 152.055 084
DE/kJ mol1 b 24.57 24.64 24.32 23.96
a RCCSD(T)/UHF energies obtained with diﬀerent basis sets at the CCSD(T)/aug-cc-pVTZ geometry, and the extrapolation to the complete basis
set limit, in au (1 auE2625.5 kJ mol1). b Energy diﬀerence between the H2O-complex and the separated fragments H2O + HO (excluding ZPE
and spin–orbit corrections, see text).
Table 8 Estimates of rate coeﬃcients for intramolecular vibrational
relaxation within the H2O-complex and its isotopomers
200 K 300 K 400 K
OH + H2O
rvib,h(E0) kT 72.7 109.0 145.3
(kass/kdiss)E0,J=0/cm
3 5.2  1023 2.85  1023 1.85  1023
(kass/kdiss)/cm
3 4.3  1022 1.72  1022 9.6  1023
krelax(v = 1)/cm
3 s1 2.07  1011 1.14  1011 0.65  1011
kIVR/s
1 4.8  1010 6.6  1010 6.8  1010
OH + D2O
rvib,h(E0) kT 139.7 209.6 279.4
(kass/kdiss)E0,J=0/cm
3 5.9  1023 3.0  1023 1.93  1023
(kass/kdiss)/cm
3 4.9  1022 1.82  1022 1.0  1022
krelax(v = 1)/cm
3 s1 8.7  1012 3.8  1012 2.1  1012
kIVR/s
1 1.8  1010 2.1  1010 2.1  1010
OD + H2O
rvib,h(E0) kT 149.5 224.3 299.1
(kass/kdiss)E0,J=0/cm
3 5.0  1023 3.0  1023 1.97  1023
(kass/kdiss)/cm
3 4.6  1022 1.64  1022 1.02  1022
krelax(v = 1)/cm
3 s1 7.4  1012 4.7  1012 2.95  1012
kIVR/s
1 1.6  1010 2.9  1010 2.9  1010
OD + D2O
rvib,h(E0) kT 287.7 431.6 575.5
(kass/kdiss)E0,J=0/cm
3 5.8  1023 3.15  1023 2.1  1023
(kass/kdiss)/cm
3 4.9  1022 1.94  1022 1.09  1022
krelax(v = 1)/cm
3 s1 1.3  1011 8.1  1012 5.9  1012
kIVR/s
1 2.7  1010 4.2  1010 5.4  1010
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transient formation of hydrogen-bonded complexes; (iii) there
are signiﬁcant diﬀerences between the values of kIVR for
diﬀerent molecular systems with those for the ‘like-isotope’
pairs, OH + H2O and OD + D2O, being somewhat larger
than those for the ‘unlike-isotope’ pairs, OH + D2O and
OD+H2O. These diﬀerences are discussed further in the next
section.
6. Discussion and conclusions
Reactions of O(1D) were used to produce vibrationally excited
OH and OD for all of the measurements on processes (2a, 2b),
(3a, 3b) and (4a, 4b), and for two of the measurements on (1a).
As discussed previously, when reactions of O(1D) are used to
generate vibrationally excited OH (OD) signiﬁcant errors may
arise in the derived rate coeﬃcients, because ﬁts to the traces of
LIF signals of OH(v = 1) and OD(v = 1) may be aﬀected by
OH and OD cascading down from higher levels into (v = 1).
These eﬀects have been estimated, via simple numeric model-
ling of the kinetics, to cause a potential error of ca. 8% when
O(1D) + H2O is employed to generate vibrationally excited
OH. In this regard, the good agreement between the derived
rate coeﬃcients for relaxation of OH(v = 1) by H2O using
diﬀerent sources of vibrationally excited OH is reassuring. The
potential errors for the rate coeﬃcients for the relaxation of
OH(v = 1) by D2O are similar.
The errors in the rate coeﬃcients for removal of OD(v= 1)
are larger than those for removal of OH(v = 1) because
reactions of O(1D) can produce OD in higher vibrational
states, due to the closer spacing of the OD vibrational levels,
and because the vibrational distribution of OD produced by
these reactions is less well characterized than the vibrational
distribution of OH produced by O(1D) reactions. In the case of
OH(v= 1) + D2O, the complication arising from ‘cascading’
is exacerbated because the corresponding rate coeﬃcient for
removal of OD(v = 2) is only a factor of 1.6 larger than
that for relaxation of OD(v = 1). This makes the temporal
proﬁles of OD(v= 1) quite diﬃcult to ﬁt. Thus, our measured
rate coeﬃcients for removal of OD(v = 1) by H2O and D2O
have errors of up to 20 and 30%, respectively, due to this
eﬀect.
Next, we compare our results with those obtained, many
years ago, on the relaxation of HF(v = 1) by H2O and D2O.
Unfortunately, only room temperature measurements are
available for these systems and there are no data on the
corresponding DF(v = 1) + H2O, D2O systems. For both
HF(v = 1) + H2O and HF(v = 1) + D2O, Hancock and
Green9 determined a relaxation rate coeﬃcient of 1.25  1010
cm3 molecule1 s1 and the result for HF(v = 1) + H2O was
supported by Frost et al.11 who reported an identical value of
the rate coeﬃcient. A comparison between the vibrational
relaxation of OH and HF is interesting because of the simila-
rities between the two species. Thus, the v = 1 - v = 0
vibrational transition energy in HF is equivalent to 3958.4
cm1 (in OH it is 3569.6 cm1) and HF has a dipole moment
of 1.826 D (OH: 1.668 D).26 However, the dissociation energy
of the hydrogen bond in H2O–HF is given
41 as De = 42.9 kJ
mol1 and D0 = 34.3 kJ mol
1, values that are signiﬁcantly
larger than the corresponding quantities for H2OHO (see
Tables 1 and 6). It seems reasonable to suppose that relaxation
in both these systems is facilitated by the transient formation
of hydrogen-bonded complexes. However, the more strongly
bound H2O–HF complex probably survives long enough with
respect to re-dissociation to H2O + HF(v = 1) to allow most
of the complexes to undergo IVR with the result that the rate
coeﬃcient for relaxation is closer to that for formation of the
complexes than in the case of H2O + OH(v = 1).
A second useful comparison is with our earlier results on the
relaxation of OH(v = 1) and OD(v = 1) by HNO3 and
DNO3.
12 Those previous results are similar to those reported
in the present paper in three respects. Firstly, the rate coeﬃ-
cients at 298 K for the relaxation of OH(v = 1) by HNO3, of
OH(v= 1) by DNO3, of OD(v= 1) by HNO3 and OD(v= 1)
by DNO3 are factors of 2.0, 1.5, 1.6 and 2.2 larger than those
shown in Table 5 for the corresponding relaxation process in
the OH(v= 1), OD(v= 1) + H2O, D2O system. Secondly, as
the numbers in the previous sentence indicate, the relative
values of the rate coeﬃcients for diﬀerent isotopic pairs are
rather similar. Thirdly, the temperature dependences of the
two sets of rate constants are also similar. Thus, the values of
the parameter n given in the last column of Table 5 (1.47, 2.04,
1.63 and 1.14) can be compared with those of 1.8, 2.6, 2.4 and
2.2 for the relaxation of OH(v = 1) by HNO3, of OH(v = 1)
by DNO3, of OD(v = 1) by HNO3 and of OD(v = 1) by
DNO3, respectively.
We have argued in the previous section that the large values
of the rate coeﬃcients for relaxation of OH(v = 1) and
OD(v = 1) in collisions with H2O and D2O and the rather
strong negative dependence of these rate coeﬃcients on tem-
perature are at the very least consistent with relaxation via
transient hydrogen-bonded complexes, such as H2O–HO. In
the two cases of OH(v= 1) + H2O and OD(v= 1) + D2O, it
is possible that vibrational relaxation occurs, without the
formation of weakly-bound complexes, by near-resonant
vibration–vibration (V–V) energy exchange in direct collisions;
that is,
OHðv ¼ 1Þ þH2O! OHðv ¼ 0Þ þH2Oðv1 or v3Þ;
ðDE=hc ¼ þ87 or 186 cm1Þ
ð5Þ
ODðv ¼ 1Þ þD2O! ODðv ¼ 0Þ þD2Oðv1 or v3Þ;
ðDE=hc ¼ þ39 or 157 cm1Þ
ð6Þ
However, for OH(v= 1) + D2O and OD(v= 1) + H2O, any
vibrational exchange channels involving single quantum tran-
sitions in D2O and H2O are far from resonant and, in the
second case, also strongly endothermic. Given that relaxation
remains rapid even in these cases, it seems that relaxation via
hydrogen-bonded complexes is the most likely mechanism in
all four cases. This is consistent with the similarity of the
temperature-dependence for all four processes which, in the
Troe-type calculations that we have presented, is attributable
to the temperature-dependence of the factor (kass/kdiss) and
depends, in turn, on the strong dependence of kdiss on the
internal energy of the complex. If V–V energy exchange in
direct collisions was contributing signiﬁcantly to the relaxation
in processes (1a) and (4a), we would expect their rate
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coeﬃcients to have a noticeably smaller temperature-depen-
dence than those for the slower, non-resonant processes (2a)
and (3a). This is not what we observe.
At ca. 298 K, the rate constants for relaxation of OH(v= 2)
by D2O, of OD(v= 2) by H2O and of OD(v= 2) by D2O (see
Table 3) are factors of ca. 3.9, 3.0 and 1.6, respectively, larger
than the corresponding rate coeﬃcients for relaxation of
OH(v= 1) and OD(v= 1). This acceleration probably reﬂects
a faster rate of IVR as a result of the increased excitation and
anharmonicity in the OH (OD) vibration.
The calculations presented in the previous section suggest
that, although the rates of IVR are similar in all the isotopi-
cally diﬀerent systems that we have studied, kIVR for H2O–HO
(v = 1) 4 kIVR for D2O–DO(v = 1) 4 kIVR for H2ODO
(v = 1) E kIVR for D2O–HO(v = 1). This ordering indicates
that IVR is (slightly) favoured in isotopically ‘non-mixed’
systems, an eﬀect that may reﬂect the possibility of near-
resonant vibrational energy exchange within the H2O–HO
(v = 1) and D2O–DO(v = 1) complexes. Alternatively, it
might result from some participation of the direct near-reso-
nant V–V processes represented by processes (5) and (6).
The only direct measurements of IVR rates in complexes
involving OH(v 4 0) are those of Lester and her co-
workers.42–44 They generate weakly bound complexes in low
temperature jet expansions and perform vibrational action
spectroscopy to characterise the structure and dynamics of
these species. They have not carried out experiments on the
hydrogen-bonded complexes formed between OH radicals and
H2O. The only hydrogen-bonded complexes whose dynamics
they have investigated are those formed between OH and CO42
(and OD+OC)43 and OH and C2H2.
44 Their experiments can
measure vibrational predissociation lifetimes o0.15 ns, from
observations of spectroscopic linewidths, or45 ns from direct
time-domain measurements. It appears that the time scale for
the overall decay of the OH(v = 2)–OC complexes42b lies
between these values. In comparing IVR rates inferred from
our experiments and those determined from Lester’s experi-
ments one should bear in mind that the complexes in her
group’s experiments are internally ‘cold’, apart from the
speciﬁc excitation of the OH (OD) stretch, whereas the com-
plexes formed in collisions, as in our experiments, will have
energy released into the low frequency vibrational modes of
the complex as a consequence of the formation of the hydro-
gen bond.
To summarise, we have measured rate coeﬃcients for the
vibrational relaxation of OH(v = 1) and OD(v = 1) by H2O
and D2O at temperatures between 251 and 390 K, and for the
vibrational relaxation of OH(v = 2) by D2O and OD(v = 2)
by H2O and D2O at ca. 298 K. On the bases of the magnitude
of the rate coeﬃcients for relaxation of OH(v = 1) and
OD(v = 1) and their temperature-dependence, we propose
that relaxation involves the transient formation of hydrogen-
bonded complexes which can undergo intramolecular
vibrational redistribution at a rate competitive with their
re-dissociation. We have modelled this process for the iso-
topically diﬀerent systems using the results of new ab initio
calculations and a method, due to Troe, for treating processes
that proceed via complex formation. These calculations sug-
gest that the measured rates of relaxation will be reproduced
if the rate coeﬃcients for IVR range from ca. 8  1010 s1 in
the H2O–HO(v = 1) complex to ca. 2  1010 s1 in the
D2O–HO(v = 1) complex.
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